Changes in Gibbs energies of metabolic reactions of glycolysis and Krebs cycle have been calculated from literature data including G, pK values, and complex formation constants values. Neutral, charged species and Mg-complexes are included in the data base. Results show that most of the reactions investigated proceed near thermodynamic equilibrium conditions whereas the reactions out of equilibrium are related to the metabolic regulation and seem associated with cyclic sequences or with parallel pathways. Examples of fructose 6-phosphate/fructose 1,6-diphosphate cycle and phosphotranferase system and hexokinase are presented.
Introduction
Cellular metabolism is a complex multi-enzyme system continuously exchanging substrates and products with its surroundings. From a metabolic analysis point of view, the regulation of metabolic flux distribution is bounded by mass balances (Vallino & Stephanopoulos 1993 , Pons et al. 1996 . However, stoichiometry is not the only constraint that governs the flux distribution. In principle when a metabolic network has been established, and once a metabolic flux distribution has been calculated, it would be necessary to check if the reactions considered are thermodynamically possible, i.e. if each reaction corresponds to a negative variation of the Gibbs energy ( G < 0) at the actual intracellular conditions (pH, redox potential, concentration of compounds, ionic strength, etc.). Also, it is interesting to compare experimental intracellular concentrations to the values at the thermodynamic equilibrium in order to locate the metabolic bottlenecks which necessarily correspond to far-from-equilibrium reactions controlled by enzyme kinetics. In any case, calculation of the concentrations at equilibrium provides at least a useful departure function for interpreting regulatory mechanisms and it is a basic tool for a thorough understanding of cellular metabolism. (Nielsen & Villadsen 1994 , Pons et al. 1996 Such a thermodynamic analysis requires to know Gibbs energy changes of the metabolic reactions. Most of the available data concern Gibbs energy changes for some individual reactions estimated at the so-called 'standard conditions' used in biochemistry (unit molarity of all compounds, 298 K, 1 atm, pH 7) with or without complexing ions such as Mg 2+ which is seldom indicated. However, these data are of little use for quantitative extrapolation to other pH, ionic strength, and temperature conditions and for the determination of intracellular concentrations when the composition of the intracellular medium significantly deviates from the standard composition.
Furthermore, in order to get consistency for the thermodynamic analysis of a reactional network, the necessary data are no longer the Gibbs energy changes of individual reactions but the actual Gibbs energies and enthalpies of formation of each compound (metabolic intermediates, substrates and products) calculated from a unique reference state, allowing comparison between the different compounds. Their heat capacities in aqueous solutions are also necessary to carry out thermodynamic analysis for temperatures different from 25 • C.
The present work concerns the selection of a reliable and thermodynamically consistent set of Gibbs energies and enthalpies of formation for metabolic intermediates both from reaction data, dissociation and complexation constants and from other physical equilibrium properties (vapour-liquid equilibria, solid solubility).
These data are used for calculating Gibbs energy changes of some metabolic reactions and equilibrium intracellular concentrations of the intermediates of glycolysis and Krebs cycle including corrections for activity coefficients. The influence of intracellular pH and complexing ions is sketched out.
Thermodynamic analysis
In order to properly account for the influence of temperature and of solution composition, the thermodynamic properties must be precisely referred to a well defined reference state. Using the classical standard state in molality scale the chemical potential of compound i in a solution is given by: 
with
where h m ir and s m ir are the enthalpy and the entropy of formation at the reference temperature T r = 298.15 K.
Therefore the Gibbs energy of formation of compound i is calculated from the formation properties at 25 • C and the heat capacity of the compound in the solution. The formation properties in the molal reference state can also be related to the pure liquid reference state (Catté et al. 1994) :
where M 1 is water molar mass (M 1 = 0.01802 kg mol −1 ) and γ ∞ i is the activity coefficient at infinite dilution calculated in the molar fraction scale with the pure liquid reference state.
As a first approximation, the activity coefficient in Equation (1), γ m i , can be taken equal to 1 for all neutral compounds (assumption of Henry's law) provided the total concentration of all dissolved species in the solution does not exceed ca. 1 mol l −1 . For higher concentrations, models of solution are required for predicting the activity coefficients and group-contribution models are of most interest (Achard et al. 1994) . For charged species, activities deviate from ideality even at low concentrations and/or at low ionic strengths. A simplified model is recommended for correlating activity coefficients at ionic strengths lower than 0. 
The molal ionic strength I m is given by
where z i is the ionic charge and the summation extends to all charged species in the solution. From the previous analysis (Equations (1-7) ), the chemical potential of any dissolved compound can be calculated provided g m ir , h m ir and Cp i are known. To compare compounds and to assess Gibbs energy changes of metabolic reactions, these formation properties must be referred to a unique reference state which is defined by arbitrarily chosen values of the formation properties of each element C, H, O, N, etc. For the sake of homogeneity, we have decided to convert and reconcile the available data with the reference state used in chemistry (Lide 1992) (Table 1). As the analysis must concern charged species, Table 1 includes the values of the formation properties of H + and e − in an hypothetical 1 molal ideal solution. The absolute entropies (Lide 1992 , Miller & Smith-Magowan 1990 are also reported which enable to compute the absolute entropy of any compound (Ould-Moulaye 1998):
where λ ij are the elemental compositions. The summation stands for all elements of the compound including its charge z i .
